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Abstract
We use molecular dynamics simulations to explore the impact of a non-ionic
solvent on the structural and capacitive properties of supercapacitors based
on an ionic liquid electrolyte and carbon electrodes. The study is focused on
two pure ionic liquids, namely 1-butyl-3-methylimidazolium hexafluorophos-
phate and 1-butyl-3-methylimidazolium tetrafluoroborate, and their 1.5 M
solutions in acetonitrile. The electrolytes, represented by coarse-grained
models, are enclosed between graphite electrodes. We employ a constant
potential methodology which allows us to gain insight into the influence of
solvation on the polarization of the electrodes as well as the structural and
capacitive properties of the electrolytes at the interface. We show that the
interfacial characteristics, different for two distinct pure ionic liquids, become
very similar upon mixing with acetonitrile.
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1. Introduction
Supercapacitors store energy at the electrode/electrolyte interface with-
out involving faradaic reactions; this confers on them characteristics very
distinct from batteries. They can be used as high-power generators and can
undergo one million charge/discharge cycles without deterioration. Never-
theless, compared to batteries, they suffer from a relatively low energy den-
sity. There are four principal components in supercapacitors on which we
can act to optimize these systems: the active matter, the current collectors,
the separator and the electrolyte. As the energy stored in a supercapacitor
is proportional to the capacitance and the square of the operating voltage
(E = 1
2
CU2), the improvements will come by optimizing the electrode mor-
phology, which determines the capacity of the system, and the electrolyte,
which sets the maximum voltage by its decomposition limit [1]. The modi-
fications of these two components will also impact the power which can be
delivered by the capacitor, as this property is a function of the maximum
voltage and resistance (P = U
4R
).
Focusing on liquid electrolytes, different fluids have been studied up to
date which are suited for distinct applications. Aqueous electrolytes are at-
tractive because of their high ionic conductivities (> 400 mS.cm−1), which
allow for a higher specific power, but they have relatively narrow electro-
chemical windows (1.2 V) [2]. On the contrary, ionic liquids (ILs) and organic
electrolytes exhibit larger electrochemical windows, up to 5 V and 3 V re-
spectively [3, 4, 5]. Ionic liquids have a number of attractive properties such
as low combustibility, high thermal stability and low vapor pressure, which
make them a priori safe. They are also adaptable thanks to the broad choice
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of anions and cations that can be combined. From mixtures of different ILs,
various operating conditions can be ameliorated, for example the working
temperature range can be enlarged [6]. The major drawback of using ILs in
supercapacitors is their low ionic conductivity (< 15 mS.cm−1) [3].
Consequently, in many experimental studies and applications of superca-
pacitors, organic electrolytes using acetonitrile (ACN) or propylene carbonate
(PC) as solvent are still used instead of pure ILs [7, 8]. It has been found
that adding ACN to ILs enhances greatly the ionic conductivity of the sys-
tem [9, 10]. The structural and dynamic effects of solvation on the bulk prop-
erties of electrolytes have been examined by experiments [10, 11, 12] and sim-
ulations [9, 13, 14] but the interfacial properties of the mixtures are less thor-
oughly studied, especially from a theoretical standpoint. Recent electrochem-
ical measurements on carbide-derived carbon electrodes immersed in pure 1-
ethyl-3-methylimidazolium bis(trifluoromethylsulfonyl)imide ([EMI][TFSI])
and in a 2 M solution of [EMI][TFSI] in ACN display an unexpected peak in
the cyclic voltammetry (CV) curve of the solution [15]. Some experimental
results indicates that this peak is not associated with a faradaic process and
a clear explanation is missing. Molecular simulations of the interface be-
tween porous carbons and organic electrolytes may be needed to explain this
effect, but, even simpler interfaces between, for example, planar electrodes
and solutions may contribute to a better understanding.
The Gouy-Chapman theory, which describes highly-diluted solutions at
smooth planar interfaces, is not applicable for common electrolytes as typical
salt concentrations are 1 M or more. To study these interfaces, there is a
need for more complex theories [16] or molecular simulations which correctly
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describe ionic correlations. Up-to-date, molecular simulations involving the
interface between various carbon structures (carbon nanotubes [17, 18], slit
pore [19, 20], graphite [21, 22, 23, 24]) and organic electrolytes have mainly
focused on the liquid side of the interface. In the present study, we investigate
the influence of mixing two salts, namely 1-butyl-3-methylimidazolium hex-
afluorophosphate ([BMI][PF6]) and 1-butyl-3-methylimidazolium tetrafluo-
roborate ([BMI][BF4]), with ACN on the electrolyte and electrode properties.
We use a comparison between pure ILs and their corresponding 1.5 M organic
electrolytes to highlight the modifications of structural and capacitive prop-
erties associated with solvation. The use of a constant potential approach to
model the electrodes, instead of the constant charge methodology, allows us
to gain knowledge about the polarization of the electrodes by the electrolytes
and how this is affected by the ACN solvent.
2. Computational details
Molecular dynamics simulations are conducted on four different elec-
trolytes surrounded by model graphite electrodes: pure [BMI][PF6] and [BMI][BF4]
and their corresponding 1.5 M solutions with ACN as a solvent. All molecules
are represented by a coarse-grained model in which the forces are calculated
as the sum of site-site Lennard-Jones potential and coulombic interactions.
Parameters for the ions and carbon atoms are the same as in our previous
works [25, 26]: three sites are used to describe the ACN and the cation and
the anions are treated as spheres. The two ILs differ by the nature of the
anion, the diameter of PF−6 being larger than the one of BF
−
4 by approx-
imately 0.5 A˚. The model for ACN was developed by Edwards et al. [27].
5
All the parameters of the force field are recalled in table 1 and a schematic
representation of the molecules is given in figure 1.
Each electrode is modelled as three fixed graphene layers. The elec-
trolyte is enclosed between two planar electrodes and two-dimensional pe-
riodic boundary conditions are applied, i.e. there is no periodicity in the
direction perpendicular to the electrodes. Figure 2 shows a snapshot of the
simulation cell for the ACN-[BMI][BF4] mixture with a salt concentration
of 1.5 M. The molecular dynamics simulations were conducted in the NVT
ensemble using a time step of 2 fs and a Nose´-Hoover thermostat [28] with a
time constant of 10 ps. The Ewald summation is done consistently with the
two-dimensional periodic boundary conditions [29, 30].
Pure ILs and electrolyte solutions are simulated at 400 K and 298 K
respectively. These temperatures were chosen because of the very high vis-
cosities of the pure ILs at room temperature (261.4 mPa.s for [BMI][PF6]
and 100.2 mPa.s for [BMI][BF4] [31]) and the fact that ACN boils at 355 K.
Nevertheless, static properties usually depend weakly on the temperature
for conditions far from phase transitions. Thus, the qualitative conclusions
raised in this article should hold for pure ILs at lower temperatures and the
comparison with ACN-based electrolytes is relevant. The sizes of the sim-
ulation cells are chosen in order to reproduce the experimental densities of
the electrolytes. Table 2 gathers the lengths and number of molecules for all
the simulation cells.
Following our previous works [25, 26, 34], the electrodes are held at con-
stant potential using a method developed by Reed et al [29] from an original
proposal by Siepmann and Sprik [35]. A potential difference ∆Ψ0 is im-
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Site C1 C2 C3 PF−6 BF
−
4 N C Me
q (e) 0.4374 0.1578 0.1848 -0.78 -0.78 -0.398 0.129 0.269
M (g.mol−1) 67.07 15.04 57.12 144.96 86.81 14.01 12.01 15.04
σi (A˚) 4.38 3.41 5.04 5.06 4.51 3.30 3.40 3.60
εi (kJ.mol
−1) 2.56 0.36 1.83 4.71 3.24 0.42 0.42 1.59
Table 1: Force-field parameters for the molecules of the electrolytes [25, 27, 32] (geometries
of the molecules are available in the aforementioned publications). Site-site interaction
energies are given by the sum of a Lennard-Jones potential and coulombic interactions
uij(rij) = 4εij [(
σij
rij
)12 − (σijrij )6] +
qiqj
4piε0rij
where rij is the distance between sites, ε0 is
the permittivity of free space and crossed parameters are calculated by Lorentz-Berthelot
mixing rules. The parameters for the carbon atoms of the graphite electrodes are σC =
3.37 A˚ and εC = 0.23 kJ.mol
−1 [33].
Electrolyte Temperature (K) Nions NACN Lz (nm)
[BMI][PF6] 400 320 — 12.32
[BMI][BF4] 400 320 — 11.26
ACN-[BMI][PF6] 298 96 896 12.27
ACN-[BMI][BF4] 298 96 896 11.89
Table 2: Simulation temperature, number of ion pairs, number of ACN molecules and
lengths of the simulation cell in the direction perpendicular to the graphite electrodes for
the four electrolytes studied. The lengths in the x and y directions are the same for all
the cells and are equal to 3.22 nm and 3.44 nm respectively.
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posed between the positive (Ψ+) and negative (Ψ−) electrodes such that:
Ψ+ = −Ψ− = ∆Ψ0/2. Five potential differences between 0.0 V and 2.0 V
are explored for the different electrolytes. The simulations are conducted
starting with the 0.0 V potential difference and increasing it by steps of
0.5 V to facilitate the equilibration process. When the potential differ-
ence is increased, the system is allowed to equilibrate for at least 100 ps
before collecting data for 1 ns. The constant potential approach is computa-
tionally expensive compared to the constant charge approach used in other
works [17, 23, 24] but enables the analysis of the polarization of the electrodes
by the electrolyte [26, 34]. Furthermore, this constant potential method may
be applied to irregular porous electrodes [34].
3. Results and discussion
3.1. On the organization of the electrolyte at the interface
The impact of the presence of solvent molecules on the structure of the
electrolyte at the interface can be probed by computing molecular densities,
ρz, in the direction perpendicular to the graphite electrodes. The molecular
densities of the center of mass of the different species are represented in
figure 3 (and 4) for [BMI][PF6] (and [BMI][BF4]) based electrolytes. The
calculated quantities for each species are normalized by the appropriate bulk
densities to ease the comparison between the various electrolytes.
The first notable fact is the presence of molecular layering for all the
species at the interface in both pure ILs and electrolyte solutions. This
feature of the density profiles, which is well-known and has been observed
for planar electrodes in both experiments [36, 37] and simulations [24, 25,
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26, 38, 39, 40], cannot be recovered by mean-field theories which neglect
ionic correlations, molecular sizes and fluctuations. We can underline here
again that the classical Gouy-Chapman theory is not suited for studies of
concentrated electrolytes.
The second important phenomenon, which is also present for all the elec-
trolytes examined, is the reorganization of the layers upon charging. Al-
ternating layers of ions of opposite charge are associated with the so-called
overscreening effect [22, 29, 41, 42, 43, 44]: The charge in the first adsorbed
layer overcompensates that on the electrodes, and, due to correlation between
ions, the residual charge is successively overcompensated by the charge in the
second adsorbed layer and so on, until the bulk density is reached. At this
point, we can underline the first notable consequence of solvation which is
to reduce the region where density oscillations are visible from a thickness
of around 2 nm for pure ILs to approximately 1 nm for electrolyte solutions.
More precisely, in the electrolyte solutions, the first adsorbed layer of coun-
terions overcompensates the charge on the electrode but the overscreening
effect does not go beyond two molecular layers. This reduction of the over-
screening can be highlighted by plotting the integral of the charge density
of the liquid normalized by the the electrode surface charge as described by
Feng et al. [22]. Our results (not shown here for brevity) are in qualitative
agreement with molecular dynamics simulation of the [BMI][BF4] and ACN-
[BMI-BF4] mixtures, near graphite electrodes, for which it is shown that
both the intensity and extension of the overscreening effect are decreased in
electrolyte solutions in comparison with neat ionic liquids [22].
Going further into the analysis of the molecular densities, it appears that
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the density peaks of the first adsorbed ionic layers are enhanced in [BMI][PF6]
based electrolytes compared to [BMI][BF4] based electrolytes. The positions
of the first peaks in the ionic density profiles are not shifted away from the
electrode upon addition of a solvent, leading to the conclusion that tightly
adsorbed ions exist at the interface. This situation can be visualized in snap-
shots of the simulations (see figure 5). In a given electrolyte, the ionic species
also show different affinities for the graphite surface, the resulting dissym-
metry in the density profiles being larger in the ACN containing mixtures.
A common feature is the important variation of the heights and positions of
the ionic density peaks when the potential difference is changed.
On the contrary, the molecular density of ACN depends neither on the
nature of the anion nor on the potential difference applied. As a consequence,
while in pure ILs, the potential difference increase induces mainly a polariza-
tion of the layers near the electrodes, in electrolyte solutions, exchanges of
ions between different layers occur. One should keep in mind that the ions,
in the 1.5 M solutions, represent only 10 % of the molecules. Thus, even if
the ionic densities are modified upon charging, the major component at the
interface and in the bulk is the solvent which can probably accommodate the
charging of the electrode by rearranging only a small number of molecules.
On the positive electrode side, this induces a structure where the counter-
ions and ACN molecules are located in the same plane (see figure 5). The
cations are simply reoriented and the solvation shell of the ions is slightly
distorted in the vicinity of the graphite surface. On the negative electrode
side, the positions of the anions are shifted away from the graphite surface
but still lie in the same plane as the ACN molecules.
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Another notable consequence of the presence of solvent is the stronger
expulsion of co-ions from the first adsorbed layer for the 2 V potential dif-
ference. Indeed, in pure ILs for ∆Ψ = 2.0 V, the heights of the co-ion peaks
of the first layers are reduced by a factor between 2 and 6 but peaks are still
apparent. For the same potential difference in electrolyte solutions, co-ions
are almost absent in the first adsorbed layer. This suggests that the removal
of co-ions is facilitated in the electrolyte solution.
Another way of looking at these results is to plot the free energy profiles
of the various species:
A(z)− Abulk = −kT ln( ρz
ρbulk
), (1)
where k is the Boltzmann constant, T is the temperature of the system and
ρz/ρbulk is the molecular density at a given position normalized by the bulk
density. The free energy profiles for the anions and cations in the [BMI][BF4]
and ACN-[BMI][BF4] electrolytes are shown in figure 6. For the zero potential
difference, all free energy profiles are characterized by a well near the wall at
a distance of approximately 0.4 nm. For a 2 V potential difference, the energy
barrier to overcome for an ion to go from the bulk to the first adsorbed layer
increases for a favorably charged surface and decreases for an unfavorably
charged surface. The same observation was made from simulations of 1,3-
dimethylimidazolium chloride near graphite walls using positive, negative and
neutral probes [45]. In the case of unfavorably charged surfaces, this well is
still visible in the solvent-free electrolyte, even if very small in the case of
BF−4 , but missing in ACN-[BMI][BF4]. The curves for the [BMI][PF6] based
electrolytes (not shown) lead to the same conclusions. The fact that co-ions
are expelled from the first adsorbed layer more easily in electrolyte solutions,
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in comparison to pure ILs, is linked with the decrease of ion-ion correlations
upon addition of a solvent and is consistent with a charging mechanism where
ions can be exchanged between different layers at the interface.
The next step in the structural analysis is the calculation of coordination
numbers in the bulk and at the interface for various potential differences. The
coordination number for each species was estimated as the average number
of molecules at a distance smaller than the first minimum in the appropriate
bulk radial distribution function. The coordination numbers at the interface
were computed as the average coordination number for molecules located in
the first adsorbed layer. All the computed values are summarized in table 3.
Firstly, we focus on the counter-ion coordination numbers around a given
ion. At 0V, we observe a systematic decrease of this coordination number
at the interface compared to the bulk, due to the proximity of the carbon
atoms of the electrode surface. This reduction is more pronounced in the
pure ILs (-1.0 to -1.2 units) compared to the ACN-based electrolytes (-0.2
to -0.5 units), with an increased effect when the anion is BF−4 . As soon as
a positive (respectively negative) potential is applied, the anions (cations)
coordination sphere tends to diminish further due to the presence of com-
pensating charge at the surface of the electrode. Equally, the cation (anion)
interaction with the carbon now needs to be screened, provoking an increase
of the coordination number, which can even go above the bulk one in the
case of electrolyte solutions.
Secondly, we consider the coordination numbers of ACN around ions for
electrolyte solutions which can be referred to as solvation numbers. An in-
teresting feature is the larger decrease of coordinating ACN compared to
12
Electrode Potential Electrolyte NC(A) NA(C) NACN(A) NACN(C)
Bulk
[BMI][PF6] 6.0 6.0 – –
ACN-[BMI][PF6] 1.8 1.8 9.3 6.7
[BMI][BF4] 6.0 6.0 – –
ACN-[BMI][BF4] 1.9 1.9 8.8 6.7
0.0 V
[BMI][PF6] 5.0 5.0 – –
ACN-[BMI][PF6] 1.6 1.6 7.0 5.0
[BMI][BF4] 4.8 4.8 – –
ACN-[BMI][BF4] 1.4 1.4 7.2 5.2
-1.0 V
[BMI][PF6] 5.1 4.0 – –
ACN-[BMI][PF6] 2.1 0.9 6.7 5.5
[BMI][BF4] 4.9 3.9 – –
ACN-[BMI][BF4] 2.0 0.8 6.2 5.1
1.0 V
[BMI][PF6] 4.6 5.4 – –
ACN-[BMI][PF6] 1.2 2.2 7.7 5.2
[BMI][BF4] 4.6 5.5 – –
ACN-[BMI][BF4] 0.9 2.1 7.9 5.3
Table 3: Coordination numbers in the bulk and at the interface for anions and cations.
The coordination number at the interface is the average coordination number for molecules
located in the first adsorbed layer. Ni(j) is the number of molecules of species i surrounding
molecules of species j.
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coordinating ions at the interface. This shows that it is somewhat easier to
remove ACN from the coordination shell compared to ions. We note that,
upon polarization, very slight changes are observed in the ACN coordination
numbers around ions.
We can also see that the PF−6 ions are more readily desolvated than the
BF−4 ions. This statement is consistent with the Born model which describes
the Gibbs energy of the ion-solvent interaction as:
∆GIS = − z
2e2Na
8piε0rion
×
(
1− 1
εr
)
, (2)
where z is the valence of the ion, e is the elementary charge, Na is Avo-
gadro constant, ε0 and εr are respectively the permittivity of vacuum and
solvent. When the ion size is smaller, the interaction energy increases and
the desolvation is more difficult.
3.2. On the polarization of the electrodes
Our constant potential approach for modelling electrochemical systems
allows us to gain insight into the influence of the presence of solvent molecules
on the polarization of the electrodes. The charges on the electrode atoms
fluctuate during the simulations and it is possible to plot charge distribution
functions, i.e. the fraction of carbon atoms that have a given charge. Charge
distributions for the studied electrolytes and various potential differences are
shown in figure 7 (the analysis is focused on the first graphene layer near the
electrolyte). The mean charge and the charge corresponding to the maximum
occurrence are detailed in table 4.
The presence of solvent seems to have two effects on the polarization of the
electrodes. The first one is a decrease in the skewness of the charge distribu-
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Electrolyte Mean charge (e) Most frequent charge (e)
[BMI][PF6] ± 8.02 10−3 + 5.97 10−3 / - 7.96 10−3
[BMI][BF4] ± 9.10 10−3 + 6.96 10−3 / - 7.96 10−3
ACN-[BMI][PF6] ± 8.91 10−3 + 8.96 10−3 / - 8.40 10−3
ACN-[BMI][BF4] ± 8.65 10−3 + 8.47 10−3 / - 8.45 10−3
Table 4: Mean charge and most frequent charge in the first graphite layer of the electrode,
i.e. the layer closest to the electrolyte, for the potential difference ∆Ψ0 = 2 V.
tions shapes. When the distribution is less skewed, the charge corresponding
to the most frequent charge is closer to the average charge. Secondly, going
from pure ILs to electrolyte solutions, the charge distribution functions be-
come very similar when passing from [BMI][PF6] to [BMI][BF4] and can be
superimposed. The difference between mean charges is reduced from 13 %
between pure ILs to 3 % between electrolyte solutions.
Independently of the nature of the electrolyte, there is a broadening of the
charge distribution functions going from negative potentials to zero poten-
tials to positive potentials. This may be attributed to the asymmetry between
anions and cations in the ILs with the smaller anions inducing larger local
positive charges on the graphite. When solvent is present, the orientation of
the dipolar ACN molecules changes slightly with the sign of the electrode po-
tential, which can induce different polarization at the surface. Our constant
potential calculations thus reveal the importance of several factors on the
polarization of the electrodes: i) The potential difference applied generates a
different environment near the electrode and a broadening/contraction of the
distribution curve, ii) In pure ILs, the nature of the anion has an influence
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on the shape of the curves, iii) The solvation of salts induces a shift and
symmetrization of the charge distribution curves, and reduces the impact of
the size of the anion.
3.3. On the capacitive behavior of the system
The presence of solvent has an effect on the molecular densities at the
interface, on the polarization of the electrodes and consequently on the capac-
itive properties of the system. The differential capacitance of each interface
depends on the surface charge on the electrode and on the potential drop
across the interface. The surface charge is taken as the average total charge
on the electrode divided by the surface area of one graphene layer. The po-
tential drop is extracted from the electrostatic potential profile which is a
function of the charge density and is described by Poisson’s equation:
Ψ(z) = Ψq(z0)− 1
ε0
∫ z
z0
dz′
∫ z′
−∞
dz′′ρq(z′′), (3)
where z0 is a reference point inside the left-hand electrode and thus, Ψq(z0) = Ψ
+,
ε0 is the vacuum permittivity and ρq(z) is the charge density. The two
potential drops, depending on the considered electrode, are defined as fol-
lows [38, 39, 25]:
∆Ψ± = Ψ± −Ψbulk, (4)
and the differential capacitances, for the positive and negative electrodes,
result from the differentiation of the surface charge with respect to these
potential drops:
C± =
∂σS
∂∆Ψ±
. (5)
Figure 8 gives the surface charge variations as a function of the potential
drops for the studied electrolytes. All the functions plotted show linear trends
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Electrolyte C+ (µF.cm−2) C− (µF.cm−2)
[BMI][PF6] 3.9 (± 0.3) 4.8 (± 0.5)
[BMI][BF4] 3.9 (± 0.3) 5.5 (± 0.1)
ACN-[BMI][PF6] 4.6 (± 0.2) 4.6 (± 0.2)
ACN-[BMI][BF4] 4.8 (± 0.2) 4.3 (± 0.2)
Table 5: Capacitance values obtained in the present work. Linear trends observed for
the negative and positive electrodes lead to the estimation of two differential capacitances
for each system. Error bars estimated for a confidence interval of 95 % are given in
parentheses.
over the range of potentials sampled and the differential capacitances are
calculated as the slopes of these functions and gathered in table 5. We
note that the capacitances were all evaluated separately for negative and
positive electrodes but in the case of electrolyte solutions, in the light of the
errors made in the estimation of the average charges and potential drops
(see figure 8), it would be possible to fit the entire curve by a single linear
function.
Looking at the surface charge versus potential drop plots and capacitance
values, it clearly appears that the trend is the same as for the polarization
of the electrodes: In the solutions, the behavior of the two salts become very
similar on both the positive and negative sides, despite the strong asymmetry
in size and shape between the ions (this is particularly true for [BMI][BF4]).
On the positive electrode side, the capacitance is increased when going from
pure ILs to solvated ions, and the reverse is observed for the negative elec-
trode side, leading to a mean value of around 4.6 µF.cm−2 for both interfaces
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in the electrolyte solutions.
This uniformization of the capacitive behaviors upon addition of a solvent
is consistent with the molecular density profiles which are dominated by a
small dependency on the electrode potential for ACN and with the charge dis-
tributions functions which are more gaussian shaped for electrolyte solutions
compared to pure ILs. In the presence of ACN in the first adsorbed layer,
specific adsorption effects due to the molecular details appear to be wiped
off, even if at this concentration highly-diluted theories remain irrelevant.
We would like to point out here that we could expect a lower capacitance
value for the diluted electrolytes compared to the pure ionic liquids as the
screening efficiency decreases with a decrease of ionic concentration. Our
results reveal that this not the case. It presumably reflects the fact that the
solvent enables cations and anions to be more readily separated by the appli-
cation of a potential difference so that the layer compensating the charge on
the electrode is narrower consistently with the reduction of the overscreening
in electrolyte solutions.
The fact that the capacitance of each interface is nearly constant upon
addition of a solvent was also observed in other molecular simulations. Feng
et al. [22] studied the interface between ACN-[BMI][BF4] electrolytes and
graphite with a mass fraction of ACN ranging between 0 % and 50 % (their
highest mass fraction is slighlty smaller than our 63 % mass fraction of
ACN for the ACN-[BMI][BF4] solution). They show that the capacitance
of the system is nearly constant and comprised between 6.5 µF.cm−2 and
7.0 µF.cm−2. With a slightly different electrolyte, ACN-[EMI][BF4], Shim et
al. also reach the conclusion that the capacitance depends only weakly on
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the presence of the solvent. Interestingly, they do not observe the uniformiza-
tion of the negative and positive capacitances, and we observe quantitative
differences with their results. Our simulation procedure differs a lot from
theirs due to the use of a constant potential approach for the electrodes with
coarse-grained electrolytes in our case, while these authors have used a con-
stant charge method with all-atom force fields. This observation should be
explored in future works. We note that in a completely distinct electrolyte
consisting of [Li][PF6] and solvent mixtures [46, 47], an asymmetry between
negative and positive electrodes was noticed but, in this case, the dissymme-
try between the anion and the cation is much more important.
4. Conclusions
In this article we have examined the impact of the presence of non-ionic
solvent on the structural, polarization and capacitive properties of the inter-
faces between planar graphitic electrodes and liquid electrolytes. The main
effect of solvation on the structure of the interface is the reduction of the re-
gion where ionic/molecular layering is observed near the graphite electrodes.
Although the density of ions at the surface is lower in the solutions, this re-
duction in layering appears to result in a smaller reduction in the capacitance
with respect to the pure ILs than might be expected. The molecular density
profiles also show that the ACN molecules are only weakly affected by the
potential difference applied between the electrodes. The reorganization of the
layers upon charging of the electrodes varies when going from pure ILs, in
which a polarization of the ionic layers occur, to electrolyte solutions, where
a mechanism based on exchange of ions between the different layers is at
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play. From the coordination numbers at the interface, we conclude that, for
the electrolyte solutions, the coordination number of ACN molecules around
ions is more affected by the interface than the coordination numbers between
ions.
The polarization of the electrode is highly influenced by the type of elec-
trolyte present. Solvent-free electrolytes generates charge distributions func-
tions with skewed shapes and are impacted by the nature of the ions. On
the contrary, charge distributions curves for electrolyte solutions have shapes
closer to gaussians and do not depend on the size of the anion. In pure ILs,
the polarization of the electrode also leads to a larger dissymmetry between
positive and negative applied potentials compared to electrolyte solutions
because of the asymmetry of the ions.
The effect of solvation extends to the capacitive properties of the system.
When a solvent is present in the electrolyte, the size/asymmetry of the ions
do not generate different capacitances and the two solutions have similar
properties. Moreover, the dissymmetry between positive and negative po-
tentials is attenuated and a general linear trend is observed for the surface
charge versus potential drop curves.
This work raises conclusions about equilibrium interfaces between pla-
nar graphitic electrodes and free-solvent/electrolyte solutions which can-
not be extended straightforwardly to porous electrodes systems. The ef-
fect of solvation in supercapacitors including porous electrodes will require
further work in order to understand experimental results and design new
electrolytes/electrodes. The impact of solvation on dynamic properties and
charge/discharge processes should also be investigated to go further into the
20
understanding of supercapacitors.
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Figure 1: Schematic representations of the coarse-grained models for the molecules studied
in this work.
Figure 2: Snapshot of the simulation cell: 1.5 M solution of BMI+ cations (red) and BF−4
anions (green) in ACN (dark blue) enclosed between graphite walls (light blue).
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Figure 3: Molecular densities of the center of mass of the different species, in the direction
perpendicular to the electrodes, for pure [BMI][PF6] and ACN-[BMI][PF6]. Molecular
densities are given for ∆Ψ0 = 0.0 V and ∆Ψ0 = 2.0 V. Blue dashed lines represent the
positions of the graphite layers.
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Figure 4: Molecular densities of the center of mass of the different species, in the direction
perpendicular to the electrodes, for pure [BMI][BF4] and ACN-[BMI][BF4]. Molecular
densities are given for ∆Ψ0 = 0.0 V and ∆Ψ0 = 2.0 V. Blue dashed lines represent the
positions of the graphite layers.
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Figure 5: Snapshots of the interface: side view (upper pannel) and top view (lower pannel).
Snapshots are given for different potentials: 1.5 M solution of BMI+ cations (red) and BF−4
anions (green) in ACN (dark blue) near graphite walls (light blue). For all potentials, inner
sphere adsorbed ions are visible.
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Figure 6: Free energy profiles for anions and cations in the [BMI][BF4] and ACN-
[BMI][BF4] electrolytes. The curves for the negative and positive electrodes are shifted by
-10 kJ.mol−1 and 10 kJ.mol−1 respectively for visualization purposes.
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Figure 7: Distributions of the carbon charges on the electrodes for the different liquids.
Results for ∆Ψ0 = 0.0 V and ∆Ψ0 = 2.0 V are shown. When mixing the salts with
acetonitrile as a solvent, the charge distribution curves become very similar.
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Figure 8: Surface charge (σS) with respect to the potential drop across the interface
(∆Ψ± = Ψ± − Ψbulk) for the electrolytes examined in this work. Error bars for the
estimation of the two quantities are indicated on the graph. As for the charge distribution
curves, the addition of a solvent results in a superimposition of the curves. Linear trends
for positive and negative electrodes are visible for all electrolytes. In the case of electrolyte
solutions, the points can be fitted by a single linear curve for all the potentials explored.
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